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Abstract 
We report studies on the interaction of iron(II1) 
and ascorbic acid as a function of pH in pure water, 
pure methanol and mixtures of these solvents. 
MBssbauer data indicates the iron(W) is reduced 
in water at low pH to iron(II). Rapid mixing studies 
and pH jump investigations using stopped flow 
spectrophotometry have been used to follow the 
reactions and show evidence for blue intermediates 
in the reduction pathway of iron at low pH values. 
A scheme is proposed to account for the complex 
reaction between iron and ascorbate in aqueous 
solvent. Binding constants between iron(II1) and 
ascorbate are given. 
Introduction 
Over the past few years we have undertaken a 
study of the chemistry of glutathione with ferric 
iron [l-5]. In the course of these studies we re- 
ported the occurrence of intense blue intermediate 
transient species [l-3] in the reduction of iron(II1) 
to iron(H). Similar blue intermediates have been 
reported by ourselves and others for other thiols 
[6]. In addition we have been interested in iron(III) 
catechol solution chemistry [7], and noted blue 
transients in these systems also [lo]. In both the 
thiol and catechol systems these blue intermediates 
have been assigned to the presence of transient 
complexes of Fe(H) and radicals. It is of interest, 
therefore, to see how widespread is the presence of 
*Authors to whom correspondence should be addressed. 
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such transient complexes during iron(II1) to iron 
reduction, using organic reducing agents. 
A number of papers studying the reaction of 
iron(II1) with ascorbic acid [7, 1 l-181 have ap- 
peared. These studies have ranged from stopped-flow 
investigations [ 151, ESR [ 181, and MGssbauer spec- 
troscopy [ 161. However, there remains disagreement 
both in the nature of the end products and of the 
intermediates. As several of these papers refer to blue 
transient species, we thought it useful to study 
this system and compare it with the thiol and 
catechol systems. 
In addition, the reaction of ascorbic acid with 
ferric iron is of some biomedical importance [19- 
21]. Reduction of the single electron acceptor, 
Fe(III), by the two electron donor ascorbic acid 
and reoxidation of the resulting Fe(H) by molecular 
oxygen will certainly involve radicals and species 
such as HzOz. Both of these are considered to be 
inflammatory agents and are suspected as agents 
in initiating the inflammation response in arthritis. 
Indeed, in arthritic patients it has been found that 
the ratio of dehydro ascorbate to ascorbate is 
elevated [ 191 suggesting the involvement of abnormal 
redox or radical quenching processes in this condi- 
tion. Also, as the level of iron in the synovial fluid 
is raised in arthritic patients, it seems possible that 
this metal may be involved in redox reactions leading 
to inflammation. 
Although the metal ion catalysed oxidation of 
ascorbate has been studied previously, the reaction 
is of sufficient importance to warrant further inves- 
tigation. In this paper we report our investigation of 
the reaction between ascorbate and ferric iron under 
anaerobic conditions, using rapid kinetic methods, 
visible spectroscopy, pH titrations and MGssbauer 
spectrocopy. All studies performed in the pH range 
2 to 8. 
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Experimental 
Material 
Ascorbic acid (Aldrich) and sodium salts of 
ascorbic acid (Sigma), anhydrous iron(III) chloride 
SLR (Fisons) were used without further purification. 
pH Titration and Static Spectrophotometric Measure- 
ments 
chloride solutions under anaerobic conditions and the 
pH adjusted; syringes were used to transfer the solu- 
tions to a polythene cell and quench frozen in liquid 
nitrogen. The cell was then transferred to a precooled 
Harwell MNC-200 cryostat. Mossbauer spectra were 
recorded at 80 K using the system described in a 
previous paper [S] the resulting data was computer 
fitted. 
Iron(II1) was used throughout with different 
ratios of ligand. Additions of sodium hydroxide 
(2 M dmA3) were achieved under nitrogen in 80% 
methanol/water and monitored by Philips (~~-9409) 
digital pH meter. All static spectra and spectrophoto- 
metric titrations were carried out in pure methanol 
or 8% methanol/water using Perkin-Elmer 575 
spectrophotometer. 
Results and Discussion 
Miissbauer Spectroscopy 
Stopped-flow 
A weighed amount of iron(II1) chloride and 
ligands (ascorbic acid or sodium salt of ascorbic 
acid) were dissolved in conductivity water and ab- 
solute methanol or a mixture of methanol/water, 
the pH of the iron(H) salt was constant (2-2.5) 
and the pH of the ascorbate was adjusted to the value 
required by the addition of sodium hydroxide or 
hydrochloric acid. The solutions were degassed and 
each was transferred to a syringe under positive 
pressure of nitrogen. Stopped-flow experiments were 
performed in a Durrum-Gibson instrument with a 
2 cm light path and a dead time of 3 ms. All exper- 
iments were performed anaerobically in the pH range 
2 to 8 at a temperature of 20 ‘C; the outflow from 
all stopped-flow experiments was collected and the 
final pH monitored. 
The Mossbauer data are presented in Table I. 
Spectra were obtained from both frozen solutions 
(numbers l-4) and from solids (numbers 5 and 6). 
In excess ascorbic acid (number 2 of Table I) in 
water around pH 2, only iron(H) is observed. This 
is in keeping with earlier reports of the reduction of 
iron(II1) by ascorbic acid. When only a limited 
amount of ascorbate is used (as in number 1 of 
Table I) then some residual iron(II1) remains in 95% 
methanol/Hz0 at pH 4. In this case two ascorbate 
molecules were present for each atom of iron and 
around 13% of the iron was iron(II1). Number 3 is the 
data for a 1:5 iron to ascorbate solution in absolute 
methanol at pH 10. Here no reduction has occurred 
as only iron(II1) is present. When the pH of this 
solution is lowered using concentrated hydrochloric 
acid only iron(H) is found (number 4). Thus, in pure 
methanol at high pH ascorbic acid does not reduce 
iron(III) whereas at low pH it does. This experiment 
was not repeated in pure water as iron(II1) does 
not dissolve at high pH values. 
Miissbauer Spectroscopy 
The fact that at high pH ascorbic acid does not 
reduce iron(III) is in keeping with earlier work from 
these laboratories [7]. 
Aqueous or methanolic solutions of ascorbic 
acid or sodium ascorbate were mixed with iron(II1) 
The solid material (number 5) obtained from the 
solution used for spectrum number 1 after exposure 
TABLE I. 57Fe Mossbauer Spectroscopic Data on Solids and Frozen Solution Materials Prepared from FeC13 and Ascorbic Acid 
Phase 6 (mm s-l) A (mm s-l) r (mm s-q Absorption (%) 
Frozen solutions 
FeCls (0.1 M) + HsAsc (0.2 M) pH 4 
95% methanol/Hz0 
FeC13 (0.1 M) + HzAsc (1 M) pH -2 
FeCls (0.2 M) + 5NasAsc (0.2 M) pH 10.0 
(methanol) 
As (3) (but + HCl cone) at pH 1 .O 
Solids 
Solids from (1) + methanol 
(violet blue) 
Same as (5) + HCI . 
1.37(l) 
0.51(2) 
1.39(l) 
0.49(2) 
1.36(l) 
1.40(2) 
0.55(l) 
1.37(l) 
3.34(l) 
0.59(3) 
3.33(2) 
0.8 l(2) 
3.55(l) 
3.12(5) 
0.66(l) 
3.27(l) 
0.20(l) 
0.19(3) 
0.21(2) 
0.22(2) 
0.20(l) 
0.27(4) 
0.21(l) 
0.25(l) 
86.7(2.4) 
13.3(2.4) 
100 
100 
100 
18.3(3.3) 
81.7(2.8) 
28.1(1.4) 
(methanol) (violet blue) 0.55(l) 0.67(l) 0.22(l) 71.8(1.3) 
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to air gave both iron(I1) and iron(II1) Mossbauer 
parameters. This solid on analyses gave 1 iron to 
1.2 ascorbates. Approximately 80% iron(III) was 
present from the Mossbauer data. When HCl was 
added to this material the percentage of iron(I1) 
increased by around 10%. This small increase was 
probably due to most of the ascorbate being already 
oxidised. 
0 seconds 1 
Overall, the Mossbauer data shows that at pH 
values below 4 iron(H) is the only product of the 
reaction of iron(III) with ascorbic acid. In methanol 
at higher pH iron(III) species are stable. 
0 
(a) 
seconds 
Static and Kinetic Studies in the Visible Spectral 
Region 
Anaerobic solutions of FeCls (maintained at 
=pH 2.5) were mixed in water with IO-fold excess 
of ascorbic acid, the pH of which was controlled by 
addition of NaOH. The final reaction mixture was 
faintly pink at pH values above 6.5, indicative of 
ferric ion being in hydroxy or /J-oxy complexes. 
At lower pH values the resulting solutions were com- 
pletely colourless. 
12 
10 
When similar experiments were performed in the 
stopped-flow apparatus, clear evidence of highly 
coloured intermediates in the reaction was obtained. 
At all pH values explored, we observed, following 
mixing, a biphasic progress curve leading to a loss 
of absorption. Typical examples are given in the 
Fig. la. 
02 
0 
It is clear that both the rate and the extent of the 
reaction are pH dependent. It is also apparent that 
as we are monitoring a decrease in absorption at a 
wavelength at which the reactants do not them- 
selves absorb, then some highly coloured transient 
intermediate must have formed within the dead- 
time (3 ms) of the apparatus. By performing this 
experiment at a number of wavelengths, we were 
able to construct the overall kinetic difference 
spectrum between the intermediate(s) and the final 
products. As the products do themselves not absorb 
in this wavelength range, the spectra given in Fig. 
lb must be the absolute spectra of the intermediate- 
(s) 3 ms after initiation of the reaction. 
(b) 
1I 
500 600 700 
wavelength nm 
At pH 6.0 the intermediate(s) are characterised 
by an intense absorption at 560-580 mu (if all the 
iron is in the absorbing species then e,,, -200 M-’ 
cm-‘) and a shoulder at around 650 nm. As the pH 
is lowered the intensity of the 560 mn band decreases 
until at around pH 2.0 the spectrum consists of a 
broad band in the blue spectral region centred at 
650 mn. We may draw attention to the fact that 
glutathione and catechol iron complexes at low pH 
also exhibit bands in this region. The two kinetic 
phases seen in Fig. la may be separated and the 
amplitude of each plotted as a function of wave- 
length (Fig. 2). 
Fig. 1. (a) Stopped-flow traces of the reaction between an- 
aerobic aqueous solutions of ascorbic acid and iron(W) 
chloride. Upper: the ferric chloride and ascorbic acid concen- 
trations were 1.25 X lo-* M and 0.1 M respectively. The 
monitoring wavelength was 560 nm. Lower: the ferric 
chloride and ascorbic acid concentrations were 2.5 X 10m3 
M and 2.5 X lo-* respectively. The monitoring wavelength 
was 560 nm. All reactant concentrations given are those 
after mixing. T = 20 “C. (b) Kinetic difference spectra for the 
reaction between anaerobic aqueous solutions of ascorbic 
acid and iron(II1) chloride at different pH values. Conditions: 
Ferric chloride concentration 1.25 X 10m3 M; ascorbate con- 
centration 1.25 x lo-* M; pH 6.0. Ferric chloride concentra- 
tion 1.25 X 10m3 M; ascorbic acid concentrations 1.2 X 10-j 
M; pH 4.8. Ferric chloride concentration 1.25 X 10M3 M; 
ascorbic acid concentration 1.2 X lo-’ M; pH 3.3. Ferric 
chloride concentration 2.5 x lo-’ M; ascorbic acid concen- 
tration 2 X 10-l M; pH 2.0. All reactant concentrations given 
are those before mixing. 
At higher pH values the two kinetic phases display 
similar spectral features and each is similar to the 
overall difference spectrum, i.e. both display a peak 
~580 nm (Fig. 2). At low pH values the faster 
process reflects the decay of the blue intermediate, 
peak at 650 m-n, while the slower phase reflects 
100 
12 r 
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(within the time of our experiment). (See later also). 
At these relatively low concentrations of iron the 
insoluble iron hydroxide species form outside the 
time of our stopped flow observation. 
(ii) At low pH values -pH 2.0 the majority of 
the iron is free (as [Fe(HzO)&1]2+, Le. not co- 
ordinated to hydroxyl ions). Ascorbate when free 
is largely in the neutral form, (see also for pK, 
values in discussion of titration data). On mixing, 
transient complexes are rapidly formed (again within 
the dead-time of the apparatus). These complexes 
are between iron and the mono anion of ascorbate 
(iron having replaced a proton), and between iron 
and some neutral ascorbate. 
The decay of these complexes is through two 
routes. The majority of the iron, coordinated to the 
mono anion of ascorbate, forms an iron(II)/ascorbate 
radical complex which is blue (h,, - 630 nm) and 
which rapidly decays (see Figs. 1 and 3) by replace- 
ment of the radical by solvent. A relatively small 
fraction remains iron(II1) either because the iron is 
coordinated in a hydroxyl/aquo and hydroxylloxy 
complexes as at pH 6.0 or the iron is coordinated 
to the neutral ascorbate species. This fraction slowly 
goes to iron( rate limited either by hydroxyl 
replacement/p-oxy dimer dissociation or by de- 
protonation of the neutral form. In this case any 
blue radical intermediate is not visible because its 
rate of production is much less than its rate of dis- 
appearance due to radical displacement. 
Several lines of evidence can be used to sub- 
stantiate our above interpretation. 
(a) Separate experiments showed that the reaction 
of the /.L-oxy dimer ([C13Fe-O-FeC13]2-) [22,23] 
in water with ascorbate at pH 2.6, leads to the forma- 
tion of a species (stable over a period of >lO min) 
absorbing around 560 nm. In this pH range this 
band of h= 560 run is most likely to be composite 
of complex p-oxy species h= 530 nm and some 
other iron complex such as the intermediates shown 
in Scheme 1. The formation is in the seconds time 
range (Fig. 4). These results are very similar to those 
reported for the reaction of ascorbate with p-3- 
oxyacetate at pH 7.0 (ref. 17) which led to a ferric 
ion complex. The complex we observe here is also 
spectrally similar to that transiently formed by free 
iron and ascorbate at pH 6.0 (see Fig. 1). 
(b) We have undertaken experiments in which we 
have reacted FeCla with sodium ascorbate in either 
pure methanol or in methanol/water mixtures in 
order to reduce ligand replacement by water and thus 
possibly to stabilise coloured intermediates which 
exist only transiently in water. 
Figure 5 shows a typical spectrum of the complex 
formed in pure methanol at an apparent pH of 6.15 
between Fe& and sodium ascorbate. The resulting 
stable species absorbed at 530-580 nm, similar to 
the transient shown in Fig. 1, and to the p-oxy 
500 600 700 800 
wavelength (nml 
Fig. 2. Kinetic difference spectra for the reaction between 
anaerobic aqueous solutions of iron(U) chloride (1.25 X lOA 
M) and ascorbic acid (1.25 x 10e2 M) at pH 6.0. Overall 
kinetic difference spectrum (0). Kinetic difference spectrum 
of the fast phase (completed within 0.5 s) (0). Kinetic dif- 
ference spectrum of the slow phase (0). Reactant concentra- 
tions given are those before mixing. 
400 500 600 700 BOO 
wavelength lnm) 
Fig. 3. Kinetic difference spectra for the reaction between 
anaerobic aqueous solutions of iron(W) chloride (2.5 X 10” 
M) and ascorbic acid (2 x 10-l M) at pH 2.0. Overall kinetic 
difference spectrum (0). Kinetic difference spectrum of the 
fast phase (completed within 20 m s) (0). Kinetic difference 
spectrum of the slow phase (0). Reactant concentrations 
given are those before mixing. 
the decay of an intermediate spectrallly similar to 
those found at high pH (Fig. 3). 
Our interpretation of this data is as follows. 
(i) At pH values -6.0 (after mixing) iron rapidly 
coordinates to ascorbate (mainly as the mono anion) 
[12, 201 and to solvent generated ligands, ie. pre- 
dominantly OH ions, forming a complex of ascorbate 
and iron(II1) with the iron also complexed to 
hydroxyl ligands or as /.L-oxy complexes. These 
species are formed within the dead-time of our 
measurements and absorb in the 560-580 nm region. 
Although rapidly formed, they are not stable in water 
at this pH. The ascorbate is replaced by water leading 
to the loss of absorbance that we monitor in the 
stopped-flow spectrophotometer. In these reactions 
the majority of the iron remains in the ferric form 
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t : 3 Ills (dead time) ’ t ms flrml product pH q 2 ,5 
r 
t:o 
pH jump from pH 7, t=O 
I 0 -- 
h : 550 nm 
L\ /L 
L-Fe-0 -Fe--L 
L’ ‘L 1 Asc 4 h q 460-580nm 
h =560-5BOnm H R- I 
I 
i 
L\ 
III I 
/L 
L-Fe--O -Fe--L 
1 
I ) 
L’ ‘L 
A I 530 nm 
R = CHOH- CH,OH 
DA5 = Dehydroascorbic acid 
T- YO + H+ 
L\ ,L + H,Asc 
L-Fe-O-Fe-L 
H,Asc = Ascorbic acid L' ‘L 
L = IS empty or other Ilgands. see discussion in results sectmn 
Scheme 1. 
500 600 700 
wavelength (nml 
0 
0 seconds 05 
Fig. 4. Kinetic difference spectrum for the reaction between 
anaerobic aqueous solutions of ascorbic acid (0.25 M) and 
iron roxy chloride ([C13Fe-O-FeC13]2~~ concentration 
1.25 X 10d3 M) at pH 2.6. The inset shows a typical progress 
curve followed at 550 nm. Reactant concentrations given are 
those before mixing. 
A;‘ dlsproportmnatmn 
F:+uater MeOH + A& DA5 + &+vater/MeOH 
06 
02 
0 
340 440 540 640 140 840 
wavelength !nm) 
Fig. 5. Static spectrum of the complex formed between as- 
corbic acid or the sodium salt of ascorbic acid (1 X 10” M) 
with iron(II1) chloride (1 x 10V3 M) in pure methanol at 
different pH values as indicated. The titration was performed 
from high pH to low pH. The inset shows a spectrophotomet- 
ric titration curve (pK - 5.2) monitored at 540 nm. 
ascorbate complex shown in Fig. 4. This latter com- 
parison is pertinent as it has been reported [22,23] 
that /.L-oxy dimers also form and are stable in meth- 
anol. 
On lowering the pH of the complex formed in 
pure methanol at pH 7.20, by addition of HCl, the 
102 H. Keypour et al. 
(a) 
10 s bd IS 
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Fig. 6. Spectrum A. Is the static spectrum of the complex 
formed by the reaction between anaerobic methanolic solu- 
tion (MeOH 80% water 20%) of iron(I11) chloride (1 x 10m3 
M) and sodium ascorbate (5 x lo-* M) at pH 6.9. Spectrum 
B. Is the overall kinetic difference spectrum, i.e. the sum of 
spectrum C and spectrum D for the bleaching of this complex 
on mixing with acidified methanolic solution (MeOH 80%/ 
Hz0 20%) at pH 1 .O (final pH 2.5). Spectrum C. Is the kinet- 
ic difference spectrum of the fast phase of the bleaching re- 
action. Spectrum D. Is the kinetic difference spectrum of 
the slow phase. Spectrum E. Is the difference between the 
static spectra and the overall difference spectrum, i.e. spec- 
trum A minus spectrum B. Inset (a) Progress curve, taken 
at two sweep times, for the formation of the complex (Spec- 
trum A) on mixing iron(II1) chloride (concentration 3.3 X 
lo* M) and ascorbate (concentration 1.5 X 10” M) moni- 
tored at 560 nm. Inset (b) Progress curve, taken at two 
sweep times for the disappearance of the complex (of Spec- 
trum B) at pH 2.5. 
maximum absorbance at - 530 nm decreases fol- 
lowing a simple titration curve (see also Fig. 6). 
This bleaching of the absorbance on lowering pH 
to 3.0 is reversible provided the titration is carried 
out quickly, Le. within a few tens of minutes and 
the pH does not drop below -pH 1.0. The explana- 
tion for this behaviour is found in the kinetic stabil- 
ity of the ~0x0 dimer formed in methanol. The 
dimers bind mono protonated ascorbate to form 
coloured complexes and these complexes dissociate 
on protonation of the ascorbate anion. The ~0x0 
dimer breaks down, especially at low pH, but this 
process is slow compared to the protonation and 
ligand exchange reactions. If the titration to low pH 
goes to pH -1 .O or the solution is held at pH 2-3 
for some time, -1 h, then the ~-0x0 dimer splits 
and at these pH values ascorbate binds and reduces 
iron (see above). In these circumstances the reaction 
is not reversible by reverse titration. The proportion 
of the ~-0x0 dimer ascorbate in methanol depends 
on the starting pH of the medium in which sodium 
ascorbate and ferric chloride were mixed, the higher 
the pH the larger the fraction of iron which is ~-0x0 
bridged. 
In 80% methanol, 20% water, the appearance of 
a stable species (X,, - 550), could be observed in 
rapid mixing experiments, as in pure methanol (see 
trace (a) Fig. 6). Also the bleaching of a transient 
intermediate could be followed at low pH (-2-3) 
around 630 nm similar to the behaviour in pure 
water. Thus the mixed medium (Le. methanol and 
water) showed properties exhibited by the individual 
components singly. 
pH Jump Experiments 
An alternative way to study the intermediates 
which occur at low pH in the reactions of iron with 
ascorbate is to perform pH jump experiments. Instead 
of mixing ascorbate and iron at low pH one may 
make ironlascorbate complexes at high pH and 
rapidly increase the proton concentration by mixing 
such complexes with acid. For the reasons discussed 
above, we cannot carry out experiments of this 
type in water because Fe(III)/ascorbate complexes 
are unstable (see Fig. 1). However, it is possible to 
prepare complexes in methanol or methanol/water 
mixtures (see above). Figure 6 shows a stopped-flow 
trace of an experiment in which Fe(III)/ascorbate 
complexes in methanol/water (80:20), apparent pH 
6.9, were mixed with methanol/water HCl having an 
apparent pH -1 .O; the final pH after mixing was -2.5. 
At all wavelengths a biphasic loss of absorbance 
was recorded (see for example progress curve b, 
Fig. 6), and the final solution was colourless; MGss- 
bauer spectroscopy of comparable solutions, but 
at higher reagent concentrations, shows that on com- 
pletion of the reaction, the iron is as in the ferrous 
state. Figure 6 also compares the kinetic difference 
spectrum of the overall reaction and of each of the 
separated phases with the static difference spectrum 
obtained in a spectrophotometer. 
Several points may be made: 
(i) Although similar, there are distinct differences 
between the static spectrum (A) and the overall 
kinetic difference spectrum (B). This implies that 
within the dead-time of the apparatus (3 ms) a 
rapid protonation has occurred leading to a loss of 
absorbance. By subtracting spectrum (B) from 
spectrum (A) we may display the difference spectrum 
(E) of this rapid protonation; this spectrum has a 
peak around 500 nm. 
(ii) The faster of the decay processes seen in Fig. 
6, (inset b) has a spectrum peaking around 560 nm 
(spectrum C), while the slower phase is most prom- 
inent in the 600-700 nm region (spectrum D). This 
slow process is spectrally identical (within our errors) 
to that observed in the mixing experiments reported 
in Fig. 3 in which water was the medium. Thus, once 
again, we see that reactions leading to reduction of 
ferric iron by ascorbate involves an intermediate 
absorbing maximally around 625-650 nm. 
pH Titrations 
Figure 7 reports the results of pH titrations of 
sodium ascorbate with HCl in the absence and pres- 
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to be solvent molecules or possible Cl- ions, (the 
latter possibility does not change our conclusions). 
(ii) a complex of the /._L-0x0 dimer with one ascor- 
bate monoanion per iron atom. This species is the 
minor component of the mixture under these condi- 
tions but forms the major complex in pure methanol, 
i.e. in the absence of water (and is likely to be four 
coordinate as for example found in [C13Fe-O- 
FeCl,]-‘) [22]. 
On addition of acid the major species accepts 
a proton and one iron-bound hydroxyl is titrated 
with a pK, - 6.5 (see Fig. 7), the iron remains ferric 
and the complex is violet in colour. On further addi- 
tion protonation of a second hydroxyl of this species 
leads to reduction of iron and loss of colour pK,- 
5.1. The remaining uncomplexed ascorbate also 
titrates in this region (pK - 5.7) and this transition 
overlaps that involving the iron reduction transition. 
The minor component, the ~-0x0 dimer, undergoes 
slow hydrolysis catalysed by low pH forming ferric 
iron/ascorbate hydroxyl complexes which then 
undergo the titrations outlined above. Incubation 
of iron with excess (lo-fold) ascorbate in 80% MeOH/ 
Hz0 at high pH (-12) leads to a more reddish 
solution containing higher proportions of this /~-ox0 
dimer. Titration of such solutions follow the pattern 
described above with the addition that we observed 
a transition in the pH region l-2 which we take to 
reflect the proton catalysed rupture of the ~0x0 
bridge and subsequent itration of the hydroxyls. 
The reverse titrations from low pH - 1.5 to high 
pH do not exhibit the colourless to violet colour 
change, thus indicating that the iron redox transition 
is not reversible. This may be expected as the process 
of dismutation of ascorbate radicals to form de- 
hydroascorbate is difficult to reverse once it has 
occurred, especially as iron(I1) will coordinate poorly 
to the oxygen atoms of dehydroascorbate. Where 
reduction does not occur rapidly on acid addition, 
i.e. in the complex of the I.C-0x0 dimer and ascorbate, 
the colour transition is reversible (see Fig. 5). 
Stoichiometry of Iron Ascorbate Complexes and their 
Affinitiy Constants 
In an attempt to measure both stoichiometry and 
binding constants of iron to ascorbic acid, we have 
undertaken experiments in which iron(III), at con- 
stant concentration, was mixed with ascorbate at 
known but variable concentrations in the stopped 
flow apparatus. The total absorbance change due to 
complex formation (or decay) was monitored, thus 
giving a measure of the complex concentration as 
a function of ascorbate concentration. 
In order to examine binding of ascorbate to ferric 
iron, uncomplicated by redox processes and ligand 
exchange, we performed experiments by mixing iron 
in 80% MeOH (pH apparent = 2 to minimise hydroxy 
and ~-0x0 formation) with sodium ascorbate in 80% 
PH 
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Fig. 7. pH Titration curves of sodium ascorbate with hydro- 
chloric acid (2 N) in (a) the presence and (b) the absence of 
iron(II1) chloride. (a) 0.1 M Ascorbate (Na salt) in 200 cm3 
80% methanol/water together with 0.1 M iron(II1) chloride 
in 100 cm3 80% methanol/water. (b) 0.1 M Ascorbate (Na 
salt) in 200 cm3 80% methanoywater. 
ence of iron (Asc:Fe = 2: I), and in 80% methanol: 
water. In the absence of iron (curve b) and over the 
pH range 8 to 3, we observe a simple titration curve 
(pK = 5.7), involving a single proton per ascorbate 
ion. The identical pK, value was obtained if ascorbic 
acid was substituted for sodium ascorbate. We inter- 
pret this titration as the protonation of the ascorbate 
mono anion to the fully protonated form; the pK, 
for this transition in water is -4.2 [24] and the 
elevation of this value to 5.7 is consistent with the 
change in medium. In the presence of iron (curve a), 
we note two changes to this pattern. Firstly, we 
require more acid for the titration, close to one extra 
proton per iron atom. Secondly, we observe a more 
complex curve comprising at least two and possibly 
three overlapping transitions which are accompanied 
by a distinct colour change from violet at pH -6 
and above to colourless at around pH 4 and below. 
Bearing in mind the complex nature of the 
possible interactions in solution between iron and 
the other species present, we must interpret this 
data with caution. Using the spectral titration in 
methanol (Fig. 6) we offer the following mechanism, 
which is consistent with the pH titrations and the 
other experimental data discussed in the other sec- 
tions. 
At pH -8 and in 80% MeOH/water two main 
species are present: 
(i) the predominant complex is one which if four 
coordinate involves ferric iron complexed with the 
monoanion of ascorbate and two hydroxyl ions, 
alternatively if six coordinate two addition ligands 
which fill the 5th and 6th coordination sites are likely 
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Fig. 8. Absorbance changes in a series of stopped-flow 
experiments obtained by mixing different concentrations of 
sodium ascorbate (varied from 0.1 to 25 fold that of iron(III) 
concentration with iron(II1) chloride (4 x lO+ M at pH 2) 
in 80% methanol/water. The final pH after mixing was 6.9. 
Experimental points (0). Theoretical ine (-). 
MeOH at higher pH, so the final pH was 6.9 (ap 
parent). Under these conditions and at low iron 
concentration, we observed a single kinetic progress 
curve leading to the formation of the violet species 
absorbing at approximately 560 nm, discussed above 
(curve a, Fig. 6). This species we believe, on the basis 
of Mossbauer and optical spectroscopy, to contain 
only iron(II1). The progress curve for the production 
of this complex, followed at 560 nm, conformed 
to a first order process when the ascorbate was in 
excess over the iron. The pseudo-&St-order rate 
constant was linearly dependent on the ascorbate 
concentration and the second-order rate constant for 
complex formation was found to be 1.5 X lo3 
M-i s-i 
Figure 8 shows the absorbance change at 560 
nm in a series of stopped-flow experiments in which 
the ascorbate concentration was varied from 0.1 
to 25-fold that of the Fe(II1) concentration. The 
experimental points are displayed together with a 
theoretical curve for the formation of a one to one 
complex of ascorbate and iron(II1) and with a binding 
constant of ‘7 5 X lo3 M-i. The coincidence of 
experiment and simulation suggests that under these 
conditions the violet complex contains iron and as- 
corbate in a ratio of 1: 1 and the simplest conclusion 
would be that at this pH each iron atom is coordi- 
nated to a single mono-anion of ascorbate. The 
binding constant of 7.5 X lo3 M-’ between the mono 
ion of ascorbate and iron(II1) is lower than for cate- 
cholato and hydroxamate complexes and explains 
why the complex with ascorbate dissociates in pure 
water through ligand competition [7, 93. 
To examine binding of ascorbate to ferric iron 
at low pH however, is more complicated because 
reduction of the metal also occurs. In this case, we 
performed experiments in which ferric iron and 
ascorbic acid, both in water at pH 2, were mixed. 
1 
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Fig. 9. The absorbance change in a series of stopped-flow 
experiments obtained by mixing a series of different sodium 
ascorbate concentrations (varied from 0.125 to 20 fold that 
of iron(II1) concentration at pH 2) and a constant concentra- 
tion of iron(II1) chloride (0.025 M at pH 2). Both were 
prepared in aqueous solution and the final pH after mixing 
remained at pH 2. (0) Total maximum absorption obtained 
from stopped-flow experiment as a function of ascorbate 
concentrations. The solid line conforms to a theoretical curve 
for a formation of a I:1 complex of ascorbate and iron 
with apparent binding constant, of lo2 M-‘. (o) Absorption 
obtained from slow phase. Inset: Kinetic difference spectra 
for the reaction between ascorbic acid and iron(II1) chloride 
in anaerobic aqueous solution at pH 2.0. (o) Ascorbic acid 
concentration (1 M); iron(II1) chloride concentration (0.025 
M). (0) Ascorbic acid concentration (0.125 M); iron(II1) 
chloride concentration (0.025 M). Concentrations given are 
those before mixing. 
The final pH of the solution after mixing remained 
at pH 2. Under these conditions we observed biphasic 
kinetic progress curves leading to the disappearance 
of a blue transient intermediate(s) (see Fig. 2). This 
compound, (h,, = 630 nm), we believe is a complex 
of Fe@) and an ascorbate radical. The lose of ascor- 
bance is related to the dissociation of this Fe(II)- 
radical complex by solvent replacement. Figure 9 
shows the absorbance change at 650 nm in a series 
of stopped-flow experiments in which the ascorbate 
concentration was varied from 0.125 to 20-fold that 
of the Fe(III)concentration. In contrast to the ex- 
periment at high pH, the binding curve shows not 
only the expected increase of the complex as as- 
corbate concentration increases, but also an addition- 
al phase in which the overall absorbance decreases on 
further addition of ascorbate. An examination of 
the spectra (see inset to Fig. 9) of the transient inter- 
mediate(s) determined at ascorbate/iron ratios of 
5:l and 40: 1 showed that the predominant inter- 
mediate species was different under these two con- 
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ditions. The species formed at low ascorbate:iron 
ratio absorbed more at 650 nm while the species 
formed at high ratio absorbed slightly more at around 
550 nm. There is an isosbestic point between these 
two spectra at 5.50 nm. It appears therefore that at 
high ascorbate concentrations, binding of this ligand 
occurs leading to a complex with lowered extinction 
coefficient at 625 nm. There are a number of mech- 
anisms one may propose to account for this behav- 
iour. One possibility is illustrated as follows: 
Fe3+ + HASC 2 Fe’+HASC’ 
Fe’+-HASC” + HASC 2 HA!!@-Fe’+-HASC 
In this mechanism the addition of a single mono- 
protonated ascorbate anion to ferric iron leads to 
binding and reduction of the metal to form the blue 
intermediate (h,, 630 nm) within the dead-time 
(3 ms) of our apparatus. At low ascorbate concentra- 
tions this complex decays by solvent replacement 
of the radical on the iron and it is this process 
we observe in the stopped-flow apparatus. At high 
ascorbate concentrations a second monoprotonated 
ascorbate ion may bind, also within the dead-time, 
leading to an iron(I1) complex containing both 
an ascorbate radical and an anion. This complex is 
proposed to have a lower extinction at 625 nm. 
At intermediate ascorbate concentrations a mixture 
of these two complexes form and subsequently 
decay. However, it may be considered unlikely that 
iron(I1) complexes containing two ascorbate mole- 
cules at low pH exist, especially in the presence of 
chloride ions [25]. An alternative mechanism is 
one in which at high concentrations of ascorbate 
(and at this low pH), di-protonated ascorbate mole- 
cules coordinate a greater proportion of the iron 
and stabilizes this in the ferric form for a period of 
time. This leads to a decrease in the absorbance at 
625 mn, as this absorbance results from the forma- 
tion of an iron(II)rad complex. Examination of 
the progress curves for the bleaching reaction shows 
that it is biphasic (see Fig. 9). The slower phase 
being more prominent at higher ascorbate concentra- 
tions; it is possible that this slower phase reflects 
the increased binding of the diprotonated ascorbate 
at high ascorbate concentrations. The diprotonated 
species on loosing a proton then undergoes reduction 
of the iron atom. 
On either mechanism, the first part of the curve 
shown in Fig. 9 conforms to a simple binding process 
between iron and ascorbate in a ratio of 1: 1 and with 
an apparent binding constant (which includes both 
true binding and the redox equilibrium) of approx- 
imately lo2 M-‘. 
Discussion 
The reactions of iron in aqueous solutions, iron- 
(III) in particular, are known to be exceedingly com- 
plicated because of the reaction of the metal with 
solvent or solvent-derived ligands [2]. The reactions 
of ascorbic acid with iron(II1) reported here proved 
no exception to this rule. In our case, this is in part 
due to the relatively low affinity of ascorbate for 
iron(III)/(II) allowing solvent replacement reactions 
to dominate the mechanism. This is less so for tighter 
binding ligands such as catechol, adriamycin etc. 
[7,251. 
Through investigation of the reactions of ascorbic 
acid with iron(II1) by rapid kinetic methods in a 
variety of solvents, we have been able to rationalise 
the main routes of reaction and possible inter- 
mediates and these are summarised in Scheme 1. 
The details of this scheme will now be described. 
On reacting ascorbate with iron(II1) at pH values 
between 6 and 7, the main species initially present 
are I, II, and III. The proportions of these species 
depends on the exact pH value, but all contain 
iron(II1) and absorb maximally between 500 and 
600 nm. In water these species dissociate, the ascor- 
bate being replaced by water or hydroxyl ions leading 
to loss of colour toward that of dilute iron(II1) 
solutions at these pH values. In methanol or 
methanol/water (80:20) mixtures, these species are 
stable and the dihydroxy form I and /.L-0x0 form 
III are favoured. 
On lowering the pH rapid protonation (within 
the dead-time of our experiments) leads, via species 
IV to species V and VI. Species V is a complex of 
a singly protonated ascorbate molecule and iron(II1) 
coordinated to water molecules (solvent and/or 
chloride ions present) but not to hydroxyl ions 
which strongly stabilise iron(II1). It is known that 
the redox behaviour of iron is strongly pH dependent 
[26]. The coordinated monoprotonated ascorbate 
may now rapidly reduce the iron(II1) via intramolec- 
ular electron transfer. This internal redox reaction 
leads to species VII which is an iron(I1) ascorbate 
radical complex absorbing at 630 nm. It is this species 
which we observe as a transient blue intermediate 
in the reduction of iron(II1) by ascorbate. The posi- 
tion of the absorption band, at 630 nm, is consistent 
with the postulated nature of species VII, the ab- 
sorption band presumably arising from a metal to 
ligand charge transfer complex [21,27]. The assign- 
ment of this complex to an iron(I1) oxidation state 
is confirmed by Mossbauer spectroscopy of the 
product formed by its dissociation (Scheme 1). It is 
not possible to observe the equivalent spectrum for 
the transient blue species VII. Similar species are 
seen in the iron-catechol reaction [9]. Prior to 
electron transfer (i.e. in species I-VI) the absorbance 
is due to a ligand to metal charge transfer in which 
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the transition is between orbitals which are mainly 
ligand to those which are mainly metal in character. 
After electron transfer, the situation is reversed, that 
is the absorbance is due to transitions from mainly 
metallic character orbitals to orbitals which are made 
up of predominantly ligand character. The relative 
extinction coefficients and the position of Amax 
of the species before and after electron transfer are 
compatible with this view [21, 271. 
As both the protonation and electron transfer 
reactions are fast compared with other steps, the 
major mechanistic route is via species VII which then 
dissociates to Fe2’ (coordinated by solvent mole- 
cules) and ascorbate radicals, i.e. to colourless prod- 
ucts. It is this dissociation process we observe in the 
stopped-flow apparatus at low pH values. 
Minor routes (because they are relatively slower 
than that via species VII), in leading to iron(H) 
are also indicated in the scheme. The route from the 
/~-ox0 dimer may be important in methanol and 
methanol/water mixture because species III is sig 
niflcantly propulated under these conditions. The 
reduction pathway now exhibits no clear inter- 
mediates because the rate is limited by the slow 
rupture of the bridge which must precede reduction 
of the iron atoms. 
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